In this review the kinetics and mechanism of oxidative dissolution of UO 2 (s), mainly under conditions of relevance for the safety assessment of a deep geological repository for spent nuclear fuel, are discussed. Rate constants for the elementary processes involved (oxidation of UO 2 and dissolution of oxidized UO 2 ) are used to calculate the rates of oxidative UO 2 (s) dissolution under various conditions (type of oxidant, oxidant concentration and HCO 3 -/CO 3 2-concentration) for which experimental data are also available. The calculated rates are compared to the corresponding experimental values under the assumption that the experimental numbers reflect the steady-state conditions of the system. The agreement between the calculated rates and the corresponding experimental ones is very good, in particular for the higher rates. In general, the calculated rates are somewhat higher than the experimental numbers. This can be due partly to the use of initial concentrations rather than steady-state concentrations in the calculations. The kinetic data are also used to quantitatively discuss the dynamics of spent nuclear fuel dissolution under deep geological repository conditions.
Introduction
The chemistry of actinide elements has been studied extensively since the discovery of radioactivity [1] . Uranium is by far the most studied actinide due to its importance in nuclear technology and also due to its relatively high natural abundance and low radioactivity, which makes experimental studies significantly cheaper and less hazardous than for other actinides. The redox chemistry and speciation of uranium is of particular importance in uranium mining, manufacturing of nuclear fuel, reprocessing of spent nuclear fuel and assessing the safety of geological repositories for the storage of spent nuclear fuel. In water-cooled nuclear reactors, ceramic UO 2 is the dominant chemical form used. After use in a nuclear reactor, the spent nuclear fuel still mainly consists of 95% UO 2 , with fission products and heavier actinides making up the remaining 5%. When the fuel comes into direct contact with water, e.g. upon fuel damage in a reactor or intrusion of groundwater in a geological repository, the fuel matrix could dissolve. UO 2 has very low solubility in water, [2] and the release of fission products and actinides to the aqueous phase is assumed to be governed by the dissolution of the UO 2 matrix. Upon oxidation of UO 2 the significantly more soluble U(VI) is formed. Consequently, oxidation is the main route to dissolution of UO 2 and spent nuclear fuel in most applications of practical importance. The mechanism of oxidative dissolution of UO 2 is described by reactions (1) and (2) .
(1) (2) The second step (dissolution of oxidized UO 2 ) is facilitated by HCO 3 -present in the groundwater due to the formation of soluble complexes between UO 2 2+ and HCO 3 -/CO 3 2- [3] . A number of studies of the evolution of the UO 2 -surface during oxidation have been performed . Several studies report the formation of a partially oxidized surface film when investigating the dissolution of UO 2 under O 2 oxidizing conditions at alkaline pH (7) (8) (9) (10) (11) (with no or little carbonate) [4] [5] [6] [7] [8] [9] . XPS results presented by Torrero et al. [4] suggested a stoichiometry of UO 2.25 , whereas other authors [5] [6] [7] Arocas et al. [8] and de Pablo et al. [9] studied the formation of a surface film during oxidation by H 2 O 2 and found stoichiometries of UO 2.33 and UO 2.36 , respectively, at alkaline pH. For oxidation to less than UO 2.33 the fluorite structure is maintained and the oxidation occurs by the uptake of O 2-at interstitial sites, whereas oxidation beyond UO 2.33 destroys the fluorite structure and leads to major structural changes, increased dissolution and formation of secondary precipitates. The composition of the precipitates will depend on the solution composition [10] .
Formation of (meta)studtite on spent nuclear fuel in contact with air-saturated water free from U(VI) complexing agents has been reported [11] . Initially metaschoepite was formed, but was then replaced by studtite over a 2-year period. When investigating the surface evolution of UO 2 , Hanson et al. [11] found that metaschoepite (UO 3 x 1-2H 2 O) is formed upon oxidation by O 2 , whereas leaching in H 2 O 2 leads to the formation of studtite (UO 4 x 4H 2 O), when the H 2 O 2 concentration is sufficiently high [11, 12] .
There are several other reports of the formation of (meta)studtite upon H 2 O 2 oxidation of UO 2 [8, [13] [14] [15] [16] [17] [18] and of the formation of schoepite by O 2 oxidation [6, 19] . The mechanical weakness of the studtite layer has also been reported [11, 16] .
The oxidized film is formed when the detachment of oxidized uranium species from the surface is very slow. The secondary film species are readily soluble in carbonated or acidic solutions [11, 20] . In the presence of dissolved carbonate, secondary layer formation is prevented. XPS results from Bruno et al. [21] , de Pablo et al. [22] and Giménez et al. [23] show that in the presence of carbonate (>10 mM) the stoichiometry is close to UO 2.0 . At lower carbonate concentrations (10 -3 -10 -4 M) a surface composition of UO 2.20 was detected, investigations by SFM and XRD did, however, not show a secondary phase on the surface.
Low pH-values also prevent the formation of secondary films. Torrero et al. [4] found a surface composition close to UO 2 at pH <6.7. The critical pH (at which precipitates starts to form) increases linearly with decreasing oxidant concentration [17] .
Further investigations on the layer thickness and the mechanism and kinetics for layer growth have been conducted using nuclear techniques such as RBS (Rutherford Back) Scattering [15, 16, 19, 24] .
The water in nuclear reactors, as well as the groundwater in a geological repository for spent nuclear fuel, normally does not contain a significant concentration of oxidants. However, the ionizing radiation emitted from the nuclear fuel will cause radiolysis of the surrounding water and thereby alter the conditions. Radiolysis of water produces both oxidants (OH • and H 2 O 2 ) and reductants (e aq -, H
• and H 2 ) [25] . For kinetic reasons, the UO 2 surface chemistry will be dominated by the oxidizing species. Indeed, radiolytically produced reductants should also be accounted for in some cases. In systems not containing species capable of facilitating removal of the oxidized UO 2 , the impact of radiolytical reductants could become significant. The solvated electron and the hydrogen atom are expected to react with the oxidized surface. The rate constants for these reactions are probably diffusion limited [26] [27] [28] [29] . However, the steadystate concentrations of the reducing radical species will be very low. The concentration of H 2 will be many orders of magnitude higher but the reactivity is low and the reduction by H 2 often requires a catalyst. Numerous studies, aiming at elucidating the mechanistic details as well as the kinetics of radiation induced dissolution of UO 2 , have been performed [30] [31] [32] [33] [34] [35] [36] [37] [38] [39] [40] [41] [42] . Owing to the intrinsic complexity of the system, it has been difficult to draw general conclusions from studies on real spent nuclear fuel. Apart from the complexity imposed by the mixed radiation field from nuclear fuel, it is also difficult to study the oxidation process without the influence from dissolution of the oxidized surface and vice versa. Studies of elementary processes, using simpler systems where single processes can be isolated have proven to be much more successful in determining the kinetics as well as the mechanism for the processes involved. This review deals with the current state of knowledge on the kinetics and mechanisms of UO 2 oxidation and the subsequent dissolution of oxidized UO 2 in aqueous solution of relevance under deep repository conditions (i.e. mainly H 2 O 2 and O 2 ). This knowledge is also employed in a brief discussion of the dynamics for spent nuclear fuel dissolution.
Oxidation of UO 2 (s)
Quantitative studies of the kinetics of UO 2 oxidation in aqueous solution are very sparse in the literature. Studies on UO 2 oxidation are more frequently focused on the kinetics of dissolution. There are two main reasons for this: (1) The dissolution of the UO 2 matrix is the most important process in the spent nuclear fuel system and (2) It is very difficult to study oxidation kinetics without influence of dissolution. This problem can be circumvented by using electrochemistry. Numerous electrochemical studies of UO 2 corrosion have been performed [38] . In this type of experiment, the corrosion current, which corresponds to the corrosion rate, is measured as a function of corrosion potential.
By determining the corrosion potential as a function of concentration of different oxidants, relationships between the oxidant concentration and the corrosion current and thereby the rate of oxidation can be derived. Nicol et al. [43, 44] performed electrochemical studies on UO 2 oxidation and dissolution more than 30 years ago, clearly showing that the rate determining step in the leaching process is electrochemical (i.e. a redox reaction) in acid media as well as in carbonate media (i.e. under conditions where dissociation of oxidized UO 2 is fast). The studies by Nicol et al were quite extensive, including quantification of the effects of additives such as phosphate, sulphide and sulphate and the effects of pH, temperature and carbonate concentration. On the basis of their experimental studies, the authors formulated an electrochemical model describing the rate of UO 2 corrosion. The model was shown to be in excellent agreement with experimental leaching data. In most studies of UO 2 oxidation and dissolution, the experiments are optimized to obtain rates of dissolution rather than rate constants for oxidation or dissolution. This often results in system specific rates that will depend on oxidant concentration, type of oxidant and concentration of UO 2 2+ complexing agent. In several studies, the results are summarized in empirical relationships describing the influence of various parameters on the rate of dissolution or corrosion. Applying these rates or rate expressions to systems where the conditions are different is not always possible. It is therefore desirable to obtain rate constants for elementary reactions, as these are not system specific. The easiest and most straight forward way of determining rate constants for reactions between reactants in solution and a solid surface is by monitoring the concentration of solute reactant as a function of reaction time. If a sufficiently large surface area is used, the reaction will be of pseudo-first order and the pseudofirst order rate constant can be determined from the slope when plotting the logarithm of the solute reactant concentration against reaction time. This procedure is performed repeatedly for a number of different surface area to solution volume ratios. The second order rate constant for the reaction of interest is obtained from the slope when plotting the pseudo-first order rate constant as a function of solid surface area to solution volume ratio. The surface area to solution volume ratio has the unit m -1 and, consequently, the unit for the second order rate constant of the heterogeneous reaction is m s -1 . For the UO 2 system we can employ the rate constant in two different ways:
Equation (3) is the rate equation for the reactive solute, while equation (4) is the rate equation for the reactive surface. In these equations, k is the second order rate constant, SA is the solid surface area and V is the solution volume. As can be seen, the second order rate constant, solid surface area, solution volume and oxidant concentration must be known to calculate the rate of oxidant consumption. For the rate of surface change, the solution volume does not have to be known (provided the oxidant concentration is known).
To the best of our knowledge, second order rate constants for oxidation of UO 2 have only been reported in a very limited number of publications so far [39, 40] . In reference [39] 6 2- . Interestingly, the logarithm of the rate constant for these oxidants was found to be linearly related to the one-electron reduction potential of the oxidant. This led to the conclusion that the rate determining step is single electron transfer, and the relationship between the rate constant and the redox property also enables prediction of rate constants for other oxidants. Molecular oxygen has long been suggested to be one of the most important radiolytical oxidants in a geological repository. Electrochemical studies indicate that H 2 O 2 is approximately 200 times more reactive than O 2 [42] . The relative reactivity estimated from the relationship between rate constant and one-electron reduction potential also gives a factor of 200 when comparing these two oxidants [39] .
Both O 2 and H 2 O 2 are capable of multiple electron transfer. Hence, the oxidation of UO 2 by these oxidants will be a stepwise process in which the first single electron transfer is rate limiting. The mechanism for UO 2 oxidation by H 2 O 2 as suggested in reference [39] is described by reactions (5) and (6).
The hydroxyl radical produced in the first step is very reactive towards the UO 2 surface (the reaction is estimated to be diffusion controlled) and will most probably react at the site of formation (i.e. at the surface) [39] . The rate constants presented in reference [39] were, as mentioned above, determined from experiments
using aqueous solutions containing no complexing agents where the kinetics of oxidant consumption is not solely governed by the redox process (even if the rate constants were determined from the initial slopes where the effect of dissolution is small). For this reason, the rate constants cannot be considered to be the true rate constants for oxidation. In a more recent study, the kinetics of UO 2 oxidation by H 2 O 2 as a function of HCO 3 -concentration were studied [40] . The second order rate constant was found to increase linearly with HCO 3 -concentration from 0 to 1 mM. For higher HCO 3 -concentrations than 1 mM, the second order rate constant for the reaction was found to be independent of the HCO 3 -concentration. The rate constant obtained in the HCO 3 -independent region (7.3 x 10 -8 m s -1 ) is argued to be the dissolution independent rate constant for the reaction between H 2 O 2 and UO 2 . In this reaction, only about 80% of the consumed H 2 O 2 yields oxidized UO 2 [41] . The remaining 20% is probably consumed catalytically at the surface.
Most mechanisms suggested for the reaction between H 2 O 2 and UO 2 involve a single two electron transfer step or two consecutive single electron transfer steps. Recently, Merino et al. [45] suggested an alternative mechanism for this reaction.
The rate constant for the first step (reaction 7), UO 2 catalyzed homolysis of H 2 O 2 , is claimed to be 2.2 M -1 s -1 based on calibration of the reaction model against experimental UO 2 leaching data. The apparent homogeneous rate constant was calculated from the heterogeneous rate constant taking a surface site density of 2.74 x 10 -4 mol m -2 [46] into account. Merino et al. [45] adopt a rate constant derived in ref. [39] as the rate constant for the second step in their mechanism. The corresponding homogeneous rate constant was recalculated to 2.6 x 10 4 M -1 s -1 . The third step is claimed to be faster than the two previous steps. Hence, the first step in the mechanism is rate limiting. The rate constant for the first step corresponds to a heterogeneous rate constant of 6 x 10 -7 m s -1 which is one order of magnitude higher than the second order rate constant for H 2 O 2 consumption reported in ref [40] . The rate constant used for the second step originates from an extrapolation of a relationship between the logarithm of the rate constant and the one-electron reduction potential of the oxidant. However, this relationship is only valid for activation controlled reactions, i.e. below the diffusion limit, as clearly stated in ref. [39] . The value adopted by Merino et al. is 2-3 orders of magnitude higher than the diffusion limit of this type of heterogeneous system, and hence not possible. Consequently, the third step cannot be faster than the second step as they should both be limited by diffusion. According to ref. [39] , the rate limiting step in oxidation of UO 2 is the first one-electron transfer. This is not in agreement with the mechanism proposed by Merino et al.
The rationale for proposing this mechanism is argued to be the advantage of involving hydroxyl radicals, which was expected to be a key point when calibrating the reaction model in the presence of bicarbonate. The authors claim that HCO 3 -will react with hydroxyl radicals produced at the surface. However, as already stated, the hydroxyl radical is expected to react very rapidly (diffusion controlled, i.e. no activation barrier) with the UO 2 surface. Extremely high HCO 3 -concentrations are needed to compete significantly with the surface process. Consequently, the process is of limited practical importance. In the reaction between hydroxyl radicals and HCO 3 -, CO 3
•-is formed. The reactivity of this radical towards the UO 2 surface is expected to be identical to the reactivity of the hydroxyl radical, i.e. the reaction is diffusion controlled [39] .
Apart from the simple electron-transfer mechanism, alternative mechanisms have been proposed for the reaction between O 2 and UO 2 . de Pablo et al. [22] propose an equilibrium between O 2 and UO 2 . (10) The rate constants for the forward and reverse reactions are reported to be 2.0 M -1 s -1 and 1 x 10 -4 s -1 , respectively [22] . The value for the forward reaction was later revised (as a result of new information concerning the surface site density) to 0.0013 M -1 s -1 (corresponding to a heterogeneous rate constant of 3.6 10 -10 m s -1 ) [45] . This is in perfect agreement with the value reported in ref. [47] . However, the stoichiometry is not reflected by the kinetic treatment. The reaction order with respect to O 2 is 1 in the kinetic treatment while the proposed mechanism implies a reaction order of 0.5. It should be noted that there are experimental studies showing a reaction order of 1 as well as 0.5 with respect to O 2 [38, [48] [49] [50] . In general, the reaction order decreases with increasing O 2 concentration [50] .
In aqueous solutions containing HCO 3 -and H 2 O 2 , peroxymonocarbonate (HCO 4 -) is formed. The redox properties of HCO 4 -are similar to those of H 2 O 2 itself [51] .
Recently, the ionic strength effect on the reaction between H 2 O 2 and UO 2 was studied quite extensively [52] . The ionic strength effect on the kinetics of the reaction was studied for solutions containing 0 and 10 mM HCO 3 -. At 0 mM HCO 3 -, the kinetics of H 2 O 2 consumption is significantly affected by dissolution of oxidized UO 2 , while at 10 mM HCO 3 -, the H 2 O 2 consumption is completely governed by oxidation. The study clearly shows that the rate of oxidation (i.e. the rate constant at 10 mM HCO 3 -) is completely unaffected by the ionic strength. This leads to the conclusion that the reactive oxidant must be uncharged. Hence, the reactive oxidant under these conditions is H 2 O 2 rather than HCO 4 -. A significant ionic strength effect was observed for the HCO 3 -free system where the kinetics of H 2 O 2 consumption is strongly affected by dissolution of oxidized UO 2 .
In table 1 the rate constants for oxidation of UO 2 by a number of different oxidants, both those found in the literature and those calculated from literature data are presented.
It should be noted that the rate constants presented in ref. [39] were determined in solutions not containing HCO 3 -. As the oxidation process in the absence of HCO 3 -will be influenced by dissolution kinetics, the values can not be considered as true rate constants for the oxidation process. The reported rate constants for H 2 O 2 (in HCO 3 --containing solution) vary by a factor of 30 while the rate constants for O 2 vary by a factor of 10. It should, however, be noted that the highest reported rate constants for both H 2 O 2 and O 2 are not determined from direct measurements of oxidant concentration as a function of reaction time. When these values are excluded, the variation in the reported rate constants is acceptably low.
Dissolution of oxidized UO 2 (s)
Oxidative UO 2 dissolution rates under various conditions have been reported in numerous publications [4, 5, 7, 9, 10, 13, 14, [21] [22] [23] [30] [31] [32] [33] [34] [35] 44, 48, 50, 53, 54] . The studies considered here were all performed at room [7, 10, 34, 44] . In the case of batch experiments, the dissolution rate is obtained by measuring the uranium concentration as a function of time (d[U]/dt), and calculated by eq. 11 (11) where V is the solution volume and SA is the surface area of the UO 2 material. In the flow experiments, the uranium concentration in the effluent is measured (when the system is in steady-state) and the dissolution rate is calculated from eq 12.
where Q is the flow rate and SA is the surface area of the UO 2 material.
Oxidation by O 2 was achieved by saturating the solution with air or a gas-mixture with known oxygen content in inert carrying gas. In the case of H 2 O 2 , the oxidant was added directly to the solution. The pH of the leaching solutions varied from 2.5 to 10, both carbonatefree leaching solutions and solutions containing carbonate were used. The oxidant concentration and the pH or the carbonate concentrations employed in each experiment are given in table 2. The ionic strength and/or the pH were in some cases adjusted by various additives; NaClO 4 /HClO 4 [4, 5, 9, 13, 21, 23, 35] , NaCl [21, 22, 30, 31] , NaOH [4, 35] , NH 4 OH [53] . The UO 2 materials used were powders, with particle size ranging from ~1 μm to ~1 mm, UO 2 discs or pellets. For comparison, one study in which natural pegmatic uraninite (UO 2 content 75.5 wt-%) was used [48] , has been included.
In general, the rate of dissolution increases with increasing oxidant concentration and with increasing HCO 3 -concentration. However, these trends are seldom quantified. As mentioned above, rate constants for the reactions involved in oxidative dissolution of UO 2 have scarcely been reported. Quantitative comparison of the reported dissolution rates is very difficult without the use of rate constants. Therefore, the rates have a tendency to become operational parameters of limited applicability.
In a relatively recent study, the rate constants for HCO 3 -facilitated dissolution of oxidized UO 2 (k = 1.7 x 10 -5 m s -1 ) and for dissolution of oxidized UO 2 in pure water (k = 7 x 10 -8 mol m -2 s -1 ) were reported [40] . These rate constants were determined indirectly from experimental studies of H 2 O 2 consumption. A considerably lower rate constant for HCO 3 -facilitated dissolution of oxidized UO 2 has also been reported by de Pablo et al. [22] . This value was derived from fitting a complex reaction mechanism to experimental UO 2 leaching data. The rate constants given above can be employed when comparing the various dissolution rates reported in the literature. If the reported rates of dissolution are constant with time, the system can be assumed to be in steady-state. Hence, the rate of dissolution of oxidized UO 2 is equal to the rate of UO 2 oxidation. The steadystate is described by equation 13. ) from the oxidant concentration, the rate constant for oxidation and the rate constant for dissolution of oxidized UO 2 using equation (14) .
The fraction of oxidized surface and the rate constant for dissolution (in combination with the HCO 3 -concentration when applicable) can then be used to calculate the rate of dissolution. In Fig. 1 , the logarithm of the rate of dissolution determined experimentally in a number of studies is plotted against the corresponding calculated number. The straight line reflects a 1:1 correlation.
As can be seen, the agreement between the calculated numbers and the experimentally determined numbers is very good for the higher rates while larger deviations are observed for the lower rates. In general, the calculated rates are somewhat higher than the corresponding experimental values. It should be kept in mind that the experimental uncertainties are larger for the lower rates. Furthermore, the calculated rates are partly based on the assumption that the oxidant concentration is constant during the experiment. Any error in the reported oxidant concentration will therefore result in an error (overestimation) in the calculated dissolution rate. The numbers displayed in Fig. 1 [50] reported an activation energy of 42.9 kJ mol -1 which is well in line with the estimate above. Nicol et al. [43] and Schortmann and DeSesa [49] have reported considerably higher activation energies, 58.5 and 56.1 kJ mol -1 , respectively. It should be noted that the highest activation energy reported, 107 kJ mol -1 , is based on a rate constant derived from fitting a complex reaction mechanism to experimental leaching data. Furthermore, the rate constants derived in ref. [22] are not consistent with the activation energies presented in the same paper. The ratio between the rate constants for UO 2 oxidation by O 2 and the rate constant for HCO 3 -facilitated dissolution of oxidized UO 2 is 25 but the difference in reported activation energies correspond to a ratio of 10 12 [22] . This indicates that the mechanistic model has some serious problems.
Radiation induced oxidative dissolution of spent nuclear fuel
In the case of spent nuclear fuel dissolution, the oxidants are produced from radiolysis of water. Given the complexity of this system it is necessary to elucidate the relative importance of the different radiolysis products. The impact of an oxidant in the process of oxidative dissolution depends on the rate constant for the surface reaction as well as the oxidant concentration (at the surface). In some previous studies the impact of radical species has been argued to be high [36, 58] . These studies were, however, not based on kinetics. The total rate of oxidation is given by eqn. 16 (16) where is the surface area of the solid (UO 2 in this particular case) and Experimental studies of g-irradiated aqueous solutions containing UO 2 pellets and powder combined with numerical simulations of homogeneous radiolysis of the aqueous solution revealed that the molecular oxidants have the highest impact on the oxidative dissolution even in g-irradiated systems (where production of radicals is favoured). Under deep repository conditions, i.e. in anoxic systems dominated by a-radiolysis, the relative impact of H 2 O 2 has been shown to be >99.9% [47] . Consequently, H 2 O 2 is the only radiolytical oxidant needed to be accounted for when exploring the rate of spent nuclear fuel dissolution. It should be noted that other long lived oxidants could be of importance in highly saline environments. These findings simplify considerably the analysis of radiation induced processes at solid-liquid interfaces.
As previously mentioned, radiolytically produced reductants should also be accounted for in some cases. The concentration of H 2 will be many orders of magnitude higher than for the reducing radicals but the reactivity is low and the reduction by H 2 often requires a catalyst. Previous studies of the uncatalyzed reduction of UO 2 2+ by H 2 in aqueous solution reveal that the activation energy for this reaction is 130 kJ mol -1 [59] . Despite the low reactivity, several studies show that the [60] [61] [62] [63] [64] [65] . Some authors even claim that hydrogen overpressure switches off the radiolytic process [66] . This is, however, completely incorrect since radiolysis is radiation induced decomposition of a material (in this case water). The presence of H 2 can affect the yields of radiolysis products but never switch off the process by which ionizing radiation is absorbed in a material. On the basis of the geometrical dose distribution for spent nuclear fuel, a function describing the rate of H 2 O 2 production as a function of distance can be derived [67] . Using this function, the evolution of the H 2 O 2 concentration profile can be simulated (also taking the surface reaction and diffusion into account). Simulations show that the surface concentration approaches a constant value fairly rapidly [68, 69] . This value corresponds to the steady-state concentration of the system, i.e. the surface concentration at which the rate of radiolytic H 2 O 2 production is balanced by the rate of H 2 O 2 consumption through the surface reaction. This is hardly unexpected since any system being continuously irradiated will reach a steady-state. What is more surprising is the fact that the surface concentration approaches the steady-state level fairly rapidly, also in systems of large liquid volumes. For irradiation times longer than one hour, the time to approach steadystate is insignificant and we can simply use the steadystate conditions when calculating the rate of H 2 O 2 consumption.
Under realistic conditions, processes other than the surface reaction will also consume H 2 O 2 and thereby reduce the surface steady-state concentration.
Quantitative elucidation of the impact of solutes capable of reducing H 2 O 2 in solution is not straight forward for a system with inhomogeneous production of H 2 O 2 . For this reason, simulations taking solutes that consume H 2 O 2 into account have also been conducted [68, 69] . The relative steady-state surface concentration ( ) as a function of the homogeneous pseudo first order rate constant (k*) can be approximated by equation 17 . is the surface concentration taking the bulk reaction into account and is the surface concentration in the absence of bulk reactions consuming H 2 O 2 .
(17)
It should be noted that equation 17 is independent of the average dose rate. The rate of the surface reaction can then be calculated from equation 18 (18) where is the rate of the surface reaction in the absence of solutes consuming H 2 O 2 .
To demonstrate the use of these findings, the focus will now be turned to the process of spent nuclear fuel dissolution under deep geological repository conditions. In a repository of the type planned to be used in Sweden and Finland, the spent nuclear fuel elements will be placed in copper canisters with an iron insert. The canisters will be embedded in bentonite clay in the bedrock at a depth of about 500 m. In the event of a complete barrier failure, groundwater can enter the canister. At this depth groundwater (containing ca 2 mM HCO 3 -) is reducing, but water will corrode the iron in the canister producing H 2 and Fe 3 O 4 [70] . The water will eventually also come in contact with the spent fuel itself.
Upon contact between the spent nuclear fuel and the groundwater, radiolysis of water will begin. From the point of view of a safety assessment, it is relevant to define the worst case, but still realistic, scenario. Hence, the maximum possible dissolution rate for the UO 2 fuel matrix (assuming congruent dissolution) must be defined. As shown above, oxidation of U(IV) to U(VI) is required for dissolution to occur. Consequently, the rate of dissolution can never exceed the rate of oxidation and the rate of oxidation can therefore be used to estimate the maximum dissolution rate. As mentioned above, for longer irradiation times, the only oxidant that must be taken into account is H 2 O 2 , and that the surface concentration of H 2 O 2 approaches the steady state concentration fairly rapidly. The concentration will never exceed the steady-state concentration and therefore we can use the steady-state approach to make a realistic estimate of the maximum dissolution rate. Using the previously elaborated approach to calculate the geometrical dose distribution for spent nuclear fuel on the basis of the radionuclide inventory, the steady-state concentration of H 2 O 2 and thereby the maximum dissolution rate can be calculated in a very simple fashion. The dissolution rate for 15 years old spent nuclear fuel, for which experimental leaching data are also available [71, 72] , has been estimated. The leaching experiments were performed in aqueous solution containing 10 mM HCO 3 -, i.e. oxidation rather than dissolution of the oxidized product is expected to be the rate limiting process. The estimated and average experimental dissolution rates agree within a factor of two [73] . This is a remarkably good agreement, given the fact that the experimental rate of dissolution varies by more than a factor of two. It is also important to note Some of the fission products (e.g. Pd) in spent nuclear fuel form metallic nanoparticles having catalytic properties [74] . Electrochemical studies on synthetic spent nuclear fuel containing noble metal inclusions show that the corrosion potential is significantly lowered in the presence of H 2 (likely to be produced from corrosion of the canister) [63] . This effect is not observed for pure UO 2 , which indicates that the noble metal particles are galvanically coupled to the UO 2 matrix. On the basis of this observation, one can expect that H 2 will inhibit oxidation of the spent nuclear fuel matrix. In order to elucidate this effect, further experiments using UO 2 pellets containing Pd particles have been performed [75] . When exposing these pellets to H 2 O 2 solutions in the presence of H 2 , the oxidative dissolution of UO 2 was effectively inhibited. Interestingly, the oxidation process also appears to be catalyzed by the presence of noble metal particles as observed in experiments in the absence of H 2 . The processes responsible for oxidation, dissolution and reduction (inhibition) are illustrated in Fig. 2 .
The dissolution is completely inhibited when the rate of reduction by H 2 or higher than the rate of dissolution of oxidized UO 2 .
Long term spent nuclear fuel dissolution experiments show that the rate of dissolution decreases with time, and eventually the process appears to stop [76] . The inhibition is strongly connected to the radiolytical production of H 2 in the system. The rate of spent nuclear fuel dissolution, taking inhibition into account, is given by eqn. (19) ( 19) where k e is the rate constant for the reaction between H 2 in solution and the noble metalparticles,is [H 2 ] the concentration of dissolved hydrogen and e rel is the fraction of the fuel surface area covered by noble metal particles.
Judging from this, deep geological storage of spent nuclear fuel in copper coated steel canisters would appear to be an inherently safe solution.
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